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A wave can be considered a periodic disturbance in space that carries energy.

Some properties of waves are:

Wavelength (( (lambda)) = The distance between two consecutive identical points on a wave (often measured from crest to crest).  Wavelengths are often expressed in nanometers, but should be converted to meters before being used in an equation.

Amplitude (A) = The distance to the maximum displacement from equilibrium

Frequency (( (nu) or sometimes f) = The number of wave cycles that occur each second.  Frequency is normally measured in hertz (Hz).  It may also be seen as cycles/sec or just s-1
Period (T) = The time for one wave cycle ( = 1/()

Velocity (v or sometimes u) = The speed of the wave through space.  Electromagnetic waves always travel at a constant rate through the vacuum of space so its velocity is given the constant c, and is 3.0x108m/s.

For an electromagnetic wave, the product of the wavelength and the frequency always equals the speed of light.  Light waves carry both an electrical and a magnetic field component that are “transverse” (at right angles) to one another.  Since changing electrical fields produce magnetic fields and vice versa, light is said to be self-propagating and does not need a “medium” to travel through like sound does.
c = ((

Unlike a mechanical wave whose energy is carried on the amplitude of the wave, the energy of an electromagnetic wave is carried on its frequency.

The different types of electromagnetic waves from lowest energy (i.e. lowest frequency and longest wavelength) to highest are:  Radio waves, microwaves, infrared, visible, ultraviolet, X-rays, gamma rays

The visible spectrum runs from about 400nm (blue-violet) to 700nm (red).

All of these waves stem from the same source, namely the transition of electrons from a more energetic position around the nucleus of an atom to a lower energy position (state).

The model of the atom towards the end of the 1800's was that of the electron behaving like a planet going around the sun, represented by the nucleus.  The attraction between the positive nucleus and negative electron was counterbalanced by the angular acceleration of the electron around the nucleus.  When the electron absorbed energy is moved further away from the nucleus (excited state) and when is moved back, closer to the nucleus it lost energy, giving of light.
In the latter part of the nineteenth century, scientists were confused by several aspects of light.

1.  Since accelerating charged particles emit energy, they didn't know why electrons didn't spiral into the nucleus.

2.  Why rarefied (low density), energized gases only gave off certain frequencies of light instead of a continuous spectrum, since all electron "jumps" (transitions) should be possible.

3.  Why equations based on current knowledge of physics at the time were only able to partially describe the energy emitted at different wavelengths by an object.  Some equations described the shorter wavelength region, others the longer wavelengths.

Problems with a classical view of the atom.


a.  Why don't electrons radiate their energy away and spiral into the nucleus?


b.  Why don't all atoms give off energy at all frequencies (i.e. "rainbow" of colors).  Spectral lines 
of light given off by gas discharge showed specific lines instead of a continuous spectrum.



c.  Why isn't a light that is bright enough (i.e. high enough amplitude), regardless of frequency, 
able to eject electrons from the atoms of a piece of metal (photoelectric effect), but at a certain


frequency (threshold frequency) at least some electrons are ejected regardless of the intensity of


the light?  (The energy of physical (classical) waves are carried on their amplitude).

Solution to "c" above:


Albert Einstein stated that light has particle as well as wave properties.  The light particle is referred to as a photon.  The photon contains a specific "bundle" of energy that either has or doesn't have enough energy to eject an electron.  The energy doesn't "build up" like a wave.  The energy of the light is dependant upon its frequency.  The amplitude or intensity of the light correlates to how many photons are emitted per unit time, therefore determines the rate at which electrons are ejected from the metal, if any..


Photoelectric Effect

Solutions to a and b above:


Based on the work of Max Planck who stated that the energy of an electron must be quantized (i.e. have only specific allowable values), Niels Bohr proposed a model for the atom in which the electron orbits the nucleus of the atom in only specific allowable orbits that corresponded to those specific energy values.  When an electron absorbs energy, it transitions from its ground state orbit to an excited state orbit that is higher in energy by an amount equal to the energy absorbed.  The electron is unstable in this excited state and quickly jumps back down to its ground state in one or more quantized steps.  Each time the electron jumps from a higher to lower orbit, a photon of electromagnetic radiation is given off with an energy equal to the difference in energy between the orbits.  This is where the discrete spectral lines come from instead of the continuous rainbow.


The energy of the photon is given by the equation E = hf, where E is the energy in joules, h is Planck's constant = 6.626x10-34Js and f is the frequency of the light in hertz (Hz).



Seeing spectral lines:


The spectral lines of different atoms in the gaseous state can be seen by viewing the light through a diffraction grating which is basically a small piece of plastic with many closely spaced lines etched into them (usually over 10,000 per inch).  These lines break up the light into its component colors much the same way that a prism does.  By looking at the light through a spectroscope one can see the distinct lines given off by the electrons as they transition from higher to lower energy states.  The spectral lines of the elements are so unique that they are known as the "fingerprints of the elements".


Max Planck proposed a solution to the problem by stating that atoms and molecules could only emit (or absorb) energy in specific, "quantized" packets called a quantum (quanta) of energy.

The energy of the quantum is given by:


E = h(, where h is called Planck's constant = 6.626x10-34 Js

In 1905, Albert Einstein used this idea to explain the photoelectric effect.

The photoelectric effect is a phenomenon in which radiant energy is shined on the surface of a metal to provide the energy required to remove an electron from around the nucleus of an atom of the metal.  Scientists assumed that the intensity (brightness, which is a function of the amplitude) would provide the energy needed to remove the electron.  What they found was that whether or not an electron was removed was dependant upon the frequency of the light (blue vs. red, etc.) instead of on the amplitude (brightness).  This could not be explained by the wave nature of light.  Einstein proposed that light is actually a particle which he called a photon.  A photon's energy is determined by the Planck equation.  The intensity of the light correlated with the number of photons per unit time, but the energy was dependant only upon the frequency.  A minimum frequency (called the threshold frequency) was needed to overcome the energy that bound the electron to the atom.  Energy in excess of this threshold frequency energy is turned into the kinetic energy ( ½ mu2) of the ejected electron.

h( = KE + BE, where KE is the kinetic energy ½ mu2 and BE is (which is specific to each metal) is the energy that binds the electron to the atom in the metal.

The Bohr Model of the Atom

Niels Bohr synthesized these ideas into a model of the hydrogen atom which was still similar to a solar system, but in which the "orbits" of the electrons could only take on certain quantized values given by


En = -RH (1/n2), where RH is the Rydberg constant = 2.18x10-18J and n is an integer corresponding to the ring level (energy level) of the electron around the nucleus.  Note that this equation really only works for hydrogen-like atoms.
The difference between two energy levels is (E = RH ( 1/ni2  -  1/nf2), ni is the initial level and nf is the final level.  Note that (E is negative for energy released.

The emission lines of a gas are produced by the downward transition of an electron from a higher to lower energy level.  The Balmer series of spectral lines is a famous set of 5 lines in the visible (mostly) spectrum of hydrogen gas.  The energy of the photon released is equal to the transition energy between the two orbits.
In 1924 Louis DeBroglie came up with the idea that since an electromagnetic wave can have particle (photon) properties, perhaps a particle can have wave properties.  He explained the quantized nature of electrons around the nucleus by stating that the radii of the orbits could only be integer multiples of the wavelength of the particle.  The equation is given by



2(r = n(, r is the radius of the orbit, lambda is the "De Broglie" wavelength of the electron and n = 1, 2, 3, ...

The De Broglie wavelength is given by ( = h/mu   m is the mass of the object (in kg) and u is the velocity in m/s.
Wave Mechanics

Because of the "wave-like" nature of the electron (i.e. viewing the electron as an extended object) Werner Heisenberg formulated a theory that described a fundamental law of nature that limits the precision to which one can simultaneous know certain properties about an electron.

Heisenberg Uncertainty Principle:  There is a fundamental limit to the precision to which one can simultaneously measure the momentum (velocity) and position of an electron.



((x)((mu) ( h/4(
where (x is the  uncertainty in the position of the electron, (mu is the uncertainty of its momentum and h is Planck's constant (6.626x10-34Js).

From this, Erwin Schrödinger developed a complex mathematical formula (known as a wave function denoted by the symbol () which allows scientists to determine statistically, the energy and approximate region around the nucleus of an atom that an electron is likely to be found.

Schrödinger's model uses the concept of an atomic orbital rather than an orbit.  The orbital describes the probability density (likelihood) of finding an electron with a given energy in a particular region of space.  Since describing the location of the electron with 100% certainty would require you to draw the whole universe (which is difficult to do on a piece of paper), the orbital describes the 90% probability region (i.e. where the electron is likely to be found 90% of the time).  The greater the cloud density, the greater the probability an electron will be found there.  The equation that represents this probability region is given by the symbol (2 (pronounced psi squared, which is the square of the Schrodinger wave equation for that electron energy).
Quantum Numbers

In order to fully describe the energy associated with a given electron, four unique numbers (known as quantum numbers) are assigned to each electron in an atom.  By the Pauli Exclusion Principle, each electron must possess a unique set of quantum numbers for that atom, since no two electrons in the same atom can have the exact same energy state.

The four numbers that describe the orbital energy of an electron are as follows:

The principal quantum number (n):  This number is related to the overall energy of an orbital.  The number n, can take on integer values n = 1, 2, 3, 4...

The angular momentum (azimuthal) quantum number (l):  This number is related to the shape of the sub-orbitals (i.e. shape of the 90% probability region) that an orbital may possess.  The value of l can take on numbers from l = 0 to n-1

The magnetic quantum number (ml):  This number is related to the orientation of the sub-orbital in 3-dimensional space.  Its numbers range from ml = -l ...0...+l
The spin quantum number (ms):  This number relates to the spin orientation of an electron in a given orbital.  The electron does not have a true "spin" in the classical sense, but is used to account for spectral lines that are produced in the presence of an external magnetic field. The spin quantum number can possess values of ms = (½.  Therefore only 2 values are possible.

With regard to the angular momentum quantum number, l, scientist have assigned letters that correspond to the numerical values that l can have.  This comes from the days of spectroscopy (spectral analysis) and are as follows:

For l equal to:

0
(
s (sharp)

1
(
p (principal)

2
(
d (diffuse)

3
(
f  (fine)

For l equal to 4 and beyond the letters g, h, i,... and so on are used, skipping the letters that have already been used.

Orbitals have specific shapes.  For instance an s-orbital is spherical shaped, a p-orbital is dumbbell shaped and so on.  These "shapes" represent the 90% probability region.  Note that these shapes have volume and that the volume of the shape is not uniform in its density.  The denser the region, the greater the probability of finding the electron there.

A short-hand notation has been developed to represent the electrons in a given atom.  An example might be 1s2, 3p4, or 4d3, and so on.  The co-efficient number refers to the principal quantum number n, the letter corresponds to the azimuthal quantum number l, and the superscript designates how many electrons exist in that particular orbital.

For instance, the electrons of the lithium atom (as represented in spectroscopic notation) are:

1s22s1
Lithium has 2 electrons in the s-orbital of the 1st energy level and 1 electron in the s-orbital of its second energy level.

This brings up a point about which orbitals are allowed in a particular energy level.  Each energy level can have the following orbital values (which you should be able to see why from the quantum numbers listed earlier)

n = 1
s

n = 2
s, p

n = 3
s, p, d

n = 4
s, p, d, f

n = 5
s, p, d, f, g

Each new energy level builds one more new orbital from the previous one.

To complicate matters even further, in a many electron atom, because of the interaction between the electrons (the shielding effect), the energy levels overlap one another in such a way that the increase in energy for those atoms are:

1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, 5f, 6d, 7p

Another way to represent the electron configuration of an atom is called condensed spectroscopic notation in which the last occurring noble gas from the element under consideration is placed in brackets and then the notation builds from there.  As an example, Ca can be written as 1s22s2sp63s23p64s2 or in condensed notation as [Ar]4s2.

Yet another way of representing electron configuration is known as the orbital box diagram.  The advantage of this method is that one can see the actual physical pairing of the electrons.  In the orbital box diagram, a box is drawn for each energy level and orbital orientation, then electrons are placed in the box using an up arrow to represent one spin orientation and a down arrow to represent the other spin orientation.  By Hund's Rule, you must ensure that electrons in an orbital have each of their orientations filled by electrons individually before they are paired (this reduces electron repulsion and is energetically favored).  Also, by the Aufbau Principle electrons are always added to the lowest energy level first (like jelly beans in a jar would be filled from the bottom up.

As an example the element nitrogen would be represented as:


  1s       2s
      2p

Note that the 2px, 2py and 2pz sub-orbitals are filled singly before pairing as per Hund's Rule.

Filled energy levels are very stable and are indicative of noble gases (note the filled s and p orbitals).

Half-filled orbitals are also fairly stable and sometimes an atom will migrate an electron to a higher energy level to achieve a half or fully-filled orbital.  For instance chromium migrates a 4s electron up to the 3d to half-fill its 3d level and copper migrates a 4s electron up to the 3d to completely fill its 3d orbital.  This is the exception and not the rule though.

Condensed Spectroscopic Notation:

Condensed spectroscopic notation is a shorthand method for writing the spectroscopic notation (i.e. 1s22s2...) for the electrons in an atom.  The rules are:


a.  Identify the noble gas that occurs prior to the element you are writing the notation for.


b.  Place that noble gas in brackets (e.g. [Ar])


c.  Proceed from that point on using normal methods for writing spectroscopic notation.

Ex.  Write the condensed spectroscopic notation for Aluminum.

Solution:  The last occurring noble gas before aluminum is neon, so Ne is placed in brackets, then you continue on up to aluminum.  Remember that aluminum has a total of 13 electrons (equal to its atomic number for the neutral atom).


[Ne]3s23p1
On Your Own:


Try writing the condensed spectroscopic notations for oxygen and bromine.

Orbital Box Diagram:
The orbital box diagram is yet another way to represent the electrons in an atom.  The advantage of the orbital box diagram is that it indicates specifically which orbitals have electrons and the orientation of the spin (represented by arrows) of the electrons.

To write the orbital box diagram for an element use the following rules:


a.  One box is drawn for each orbital orientation in a sublevel



s = 1 box



p = 3 boxes



d = 5 boxes



f = 7 boxes


b.  Each box can contain a maximum of two electrons.  One with an up arrow spin and one with a down arrow spin.


c.  Fill sublevel boxes with single electrons before doubling them up and keep the spin orientation the same in each singly filled box.

Ex.  Write the orbital box diagram for oxygen.


((
((
((
(
(
1s
2s

2p

Note that instead of 2 pairs of 2 electrons in the p boxes there are 2, 1, 1, in accordance with rule c.

On Your Own:


Try writing electron box diagrams for phosphorus (P) and vanadium (V)

Ionization Energy:
By definition, ionization energy is the energy required to remove an electron from an isolated atom.  Recall from earlier chapters that metals like to lose electrons to become like the noble gases that came before them (cations).  Nonmetals like to gain electrons to become like the noble gases that occur after them (anions).  Since metals like to lose electrons anyway, it doesn't take much energy input to remove an electron.  In addition, elements with valence electrons (s and p electrons in the highest energy level that are responsible for most bonding) that are far away from the nucleus are not held as strongly by the protons as are those with valence electrons that are close in.  Nonmetals like to hold onto their electrons so their ionization energy is higher than that of metals.  Also,  those with valence electrons close to the nucleus are held particularly strongly, and have higher ionization energy than those that don't.  Therefore the trend on the periodic table for ionization energy is that ionization energy tends to increase as you go right and up on the periodic table.

Ex.  Rank the following elements by increasing ionization energy: Al, Ca, F.


Solution:  Using the rule that ionization energy increase to the right and up, the answer would be


Ca<Al<F

On Your Own:  Rank the following elements by increasing ionization energy:


a.  Sn, Sr, S


b.  Cl, Br, I

Atomic Radii:

The trend for the sizes of the atoms on the periodic table is influenced by two factors:


a.  As you work your way across a row (period) on the periodic table you are filling up electrons within the same principal energy level, which means that the electrons are all being added to approximately the same distance away from the nucleus.  As this is occurring, each successive element is also adding more positively charged protons to the nucleus, thus increasing the force on each electron.  The combined effect causes the electrons to be pulled closer to the nucleus as you move across the row and the radius gets smaller.


b.  As you work your way down a column (group or family), the principal energy level is increasing for each successive element.  This means that the average distance from the nucleus is also increasing.  This is similar to the different layers of an onion.  Also, there are more core electrons (electrons between the valence electrons and the nucleus) causing the repulsion on the outer electrons to be greater and the pull from the nucleus to be weaker.  These combined effects cause the radius to increase as you move down the group.

In summary, although there are some exceptions, the general rule for atomic radii is that:

The atomic radii of the elements decrease as you go right and up on the periodic table.

Ex.  Rank the following elements by increasing atomic radii; Rb, N, Ca

Solution:  Based on the trends listed above the answer would be N<Ca<Rb

On Your Own:  Rank the following elements by increasing atomic radii:


a.  Al, S, K


b.  Ba, Ca, Be

Diamagnetism and Paramagnetism

Elements that contain unpaired electrons exhibit a property known as paramagnetism.  Paramagnetic materials are attracted to external magnets because the magnetic field produced by the "spinning" unpaired electron is not cancelled by the antiparallel opposite spin of another electron.  Elements in which all the electrons are paired are known as diamagnetic and are not attracted to magnets.

Questions:

1.  Write the spectroscopic, condensed spectroscopic and orbital box representations for the elements sulfur, bromine and neon.

2.  What is wrong (if anything) with the following sets of quantum numbers?


1,1,0, + ½ 


3, 2, 1, - ½


1, 0, 1, + ½

3.  Determine whether aluminum, neon and magnesium are predicted to be paramagnetic or diamagnetic.

4.  Draw the shape of a 1s orbital and a 2px sub-orbital






Tangent lines of accelerating electron





Classical physics predicts electron will radiate away its energy and spiral into the nucleus.








Metal Plate





Ejected electron





Note that the difference in energy between the two electron orbits corresponds to the frequency of the radiation that will be emitted by the electron.


(E = hf





Allowable quantized orbits





Excited state.





Ground state.
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Diffraction Grating Window





Light source








